The first dissociation constant of piperazinium ion has been determined by the emf method in five methanol-water solvents (10 to 70 wt % MeOH) at 25°C and in three solvents (10, 20, and 50 wt % MeOH) from 10 to 40°C. From the variation of the dissociation constant with temperature, the c hanges of enthalpy, entropy, and heat capacity were derived and compared with similar data for piperazin ium ion in water. Th e variation of pK. ~s o, and tl.C~, have been used to interpre t the e ffect of th e double positive charge on the solute-so lvent interactions as compared to the effect exhibited by a single positive or a negative c harge.
Introduction 2. Method
The piperazinium ion dissociates in two stages:
PzH t++ H20~H30 + +PzH+, K, pz + + H 2 0~H 3 0 + + Pz, K2
The PsK, of piperazmmm ion in methanol-water mixtures was determined by measuring the emf of the cell where pz represents the neutral base piperazine, CH 2CH 2 / ' " HN NH. The first dissociation constant is ' " / CH 2CH 2 about 25,000 times as large as the second, so the two equilibria can conveniently be studied separately.
In elucidating the role of ionic charge in ion-solvent interactions, the influence of changing solvent composition on an equilibrium such as the first stage in the dissociation of diprotonated piperazinium ion is of unusual interest. Although considerable attention has been devoted to the nature of solvent effects on the dissociation and related thermodynamic behavior of neutral and singly charged acids, it appears that no similar investigation of the dissociation of a doubly charged cation acid has been made. It is the purpose of this paper to report the results of a study of the first dissociation of piperazinium ion in five methanol-water solvents containing 10, 20, 33.4, 50, and 70 wt percent methanol.
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Pt; H 2(g, 1 atm), Pz . 2HC1(m), Pz . HC1(m) in X wt % methanol, AgCl; Ag where m is molality and X is 10, 20, 33.4, 50, or 70 wt percent. The measurements in 33.4 and 70 wt percent methanol were made at 25°C and those in 10, 20, and 50 wt percent methanol from 10 to 40°C.
The P sK, was calculated by the equation
where sEo is the standard potential of the silver-silver chloride electrode in methanol-water mixtures [1] [2] [3] [4] . '
The activity coefficients of each ionic species i was estimated with the aid of the Debye-Hiickel equation
1 F. igures in bra ckets indi cate the lit erature references at the end of thi s paper.
where A and B are the constants of the Debye-Hiickel theory, dependent only on the temperature and dielectric constant of the solvent, do is the density of the solvent, I is the total ionic strength, and a is the ion-size parameter. The values of A ~ and B Vdo for the solvent mixtures have been given elsewhere [3, 5, 6] .
A small correction for the ionization of the PzH t+ ion was made by estimating the molality of hydrogen ion formed with the aid of the approximation 2AVIWo l+BaVIWo'
The acidity function PS(aHYc,) was derived from the experimental data by the equation
The "approximate" dissociation constant PsK; was 11 then defined as follows:
where {3 is the slope parameter. The PsK; varies I linearly with I when the proper value of a is chosen; its value at infinite dilution is PSK 1• The method of least squares with the OMNIT AB computer program was used to calculate the values of PSKl, {3, and a.
The "true" values of PsKJ, (3, and a were assumed to be ' those which gave the smallest standard deviation of regression.
Experimental Procedure
The general experimental procedures closely followed those used previously in methanol-water system [3] and applied to a determination of the dissociation constants of piperazinium ion in water [7] . The cells used were of the improved type described r elsewhere [8] .
A stock solution containing equal moles of piperazine I mono-and dihydrochloride was prepared by dissolving the required weight of free piperazine in standard aqueous hydrochloric acid. Weight dilutions with I additional water and methanol were made to achieve the desired molality and solvent composition. Methanol (spectro grade) was used as obtained I commercially without further purification. Hydro· chloric acid for the preparation of solutions was distilled twice and standardized by gravimetric deter· mination of chloride. The piperazine was a portion of , the same material used for the study in water [7] .
Results
The emf data, corrected to 1 atm hydrogen pressure, 
Thermodynamic Functions
The standard thermodynamic quantities for the acidic dissociation of piperazinium ion in three methanol·water mixtures were calculated by the usual thermodynamic formulas from the constants of eq (6) given in table 4. The values for 10, 25, and 40 °C are listed in table 5. The estimated uncertainties in these values at 25°C are given in parentheses. They again represent two standard deviation limits as obtained by variance analysis.
Discussion
The effect of changing solvent composition on the acidic dissociation constant of diprotonated piperazinium ion and the associated thermodynamic constants for the dissociation process are summarized in table 6. As is the case for singly charged cation acids, enrichment of the solvent with methanol increases the degree of dissociation. Unlike most of the singly charged cation acids, however , the pK of diprotonated piperazinium ion appears not to have reached a minimum at a solve nt co mpo sition of 70 wt percent meth· anol. With the decrease in pK there is a small regular increase in the enthalpy of di ssociation. Mu c h more striking, however, are the changes in the entropy and heat capacity of dissociation when the percentage of methanol in the solvent is in creased. The e ntropy change becomes rapidly more positive, while the change in heat capacity, which has a large POSItIve value in the aqueous solvent, decreases sharply, reach· ing a value of -66] K -l mol -1 when half of the mass of the water solvent has been replaced by methanoL The contrary variation of LlS o and LlC~ as the molecular structure of the acid is modified progressively by substitution or as the composition of the solvent is progressively altered has long been observed but is not completely under stood. Electrostatic interactions between simple ions and dipolar solvent molecules would be expected to alter the entropy and heat capacity of the system in the same direction. Indeed, orientation of solvent molecules in the neighborhood of the ions should lead to a decrease in both quantities_ The fact that methanol is less polar than water is therefore consistent with the observation that LlSo for the dissociation of diprotonated piperazinium ion increases as methanol is added to the solvent.
Everett and his coworkers [10] [11] [12] have suggested that the variation of heat capacity effects in the opposite sense to entropy effects may be caused by " hydrophobic interactions" be tween neutral molecules and I the solvent structure_ Although the locus of charge on I the monoprotonated pipe razinium ion pres umably is surrounded by a hydration sh ell, there remains a considerable length of hydrocarbon chain beyond the I influence of th e charge. This portion of the structure . can interact with the solvent in the same way as a neutral molec ule [11]-In the diprotonated ion, however , the two charges at opposite ends of the ring assure , through their cooperative influence, that hydrophobic interactions with the solvent are of little importan ce.
Solvent effects on the pK of weak acids in methanolwater solvents are strongly dependent on the charge i type of the dissociation process [6]-In figure 1 , the change in pK, namely p (sK) -p (wK) , as methanol is added to the aqueous solvent is plotted for acids of four charge types. These acids are dihydrogen phosphate ion [13, 14] , acetic acid [15], ammonium ion [5] , and the doubly charged piperazinium cation, PzH ! +. Although some individual variations are to be expected, the strong interactions between bivalent ions and the solvent molecules are reflected in the sign and magnitude of the solvent effect. 
